Critical evaluations of activity and osmotic coefficient data were begun in the 1930-1940 period by Harned and Owen and by Robinson and Stokes. Their results were included in books published by Harned and Owen in 1943 and by Robinson and Stokes in 1955 . The most recent revised editions of these books were published in 1958 and 1965, respectively. Wu and Hamer (1969) evaluated activity and osmotic coefficient data for a series of electrolytes in that year but their work on polyvalent electrolytes was not completed. Their results for the 1: 1 electrolytes were published in 1972 (Hamer and Wu) . The evaluation ofpoiyvalent electrolyte data is continuing in the Electrolyte Data Center at the N ationai Bureau of Standards.
The results for sulfuric acid solutions presented here form a basis of reference for further evaluations, along with NuCI und KCI, (Humer and Wu, 1972) and Cae!,! (Staples and Nuttall, 1977) . This completes the critical evaluation for the four most common reference electrolytes. The recommended values of mean activity and osmotic coefficients for sulfuric acid in aqueous solution at 298.15 K are presented in both tabular form and as equations as functions of molality. @-1981 The procedures used in this critical evaluation and correlation of data on activity and osmotic coefficients of sulfuric acid solutions have been detailed in preceding publications (Staples and Nuttall, 1977 , 1976 and Goldberg and Nuttall,1978 .
Thermodynamic expressions as well as data treatment methods tor each experimental technique have been described in the last three above-mentioned references. The results of this critical evaluation are presented for the activity und osmotic coefficients of aqueous sulfuric acid solutions at 298.15 K, over a range of molalities from 0.001 to 30.0 mol·kg-~ I, Data for more concentrated solutions, greater than 75 weight-percent H 2 S0 4 (31 mol.kg-l ). have not been included in this evaluation due to a larger uncertainty in the experimental results and the small amount of H 2 0 present compared to H 2 S0 4 , At 75 weight-percent H 2 S0 4 there are 1.8 moles of water per mole of acid.
Evaluation Procedure
As a thorough discussion of the entire evaluation proce~ dure has already been referenced, it will only be touched on briefly, here_ BERT R. STAPLES First, a compilation of all available data was necessary before a critical evaluation could be accomplished. All available reprints of original articles were assembled through a combination of the files of the NBS Chemical Thermodynamics Data Center (up to 1977) , the files ofWu and Hamer (up to 1967) , and a computer search of<;:;hemical Abstracts and National Technical Information Services through January, 1980. The data selected for consideration in this correlation are given in tables 1-39. Reasons for the rejection of certain data are discussed in section 5.
It should be noted that only experimentally observed data are used as a starting point rather than smoothed or recalculated data. Thus, for emf data the observed compositions and cell voltages are the primary data; for isopiestic vapor pressure measurements, the observed isopiestic molalities of H 2 S0 4 and the reference salt are the primary data.
All the data were converted to the 12C scale of atomic weights (1971) to be consistent with the NBS Tech. Note 270 series. Where necessary, data corrected to the most recent recommended values of the physical constants (Cohen and Taylor, 1973) with the exception that the "chemically" determined Faraday, 96486.54 C·mol-I was used. It is felt that this value is probably more accurate than the electrically derived value of 1973 (Bower, 1977) , though the difference is insignificant for the present application. The 1971 molecular weight that was used for H 2 S0 4 in the present review is 98.0176; this has not varied over a hundred-year period by-more than about ± 0.005. Thus, no corrections were considered in the calculation of molalities. A more recent value (1975) is 98.0734, where the atomic w~ight of sulfur was rounded to 32.06, due to uncertainties in isotopic distribution.
Activity of the Solvent

Vapor Pressure Measurements
For the data using water as reference, the water activity, a I, and the osmotic coefficient, cp, were calculated for each experimental point by BT(P-P o ) In at = In (P /P o ) + RT .
(1) and 1000 ~ ---lna\. vmM t
where P is the pressure of the water vapur uvt:r tht:: sulutiuu and Po is that over pure water. At 25°C, we take Po = 3168.1 tions included Regnault (1845) , Helmholtz (1886) , Sorel (1890) , Dieterici (1899) , Briggs, (1903) , Burt (1904) , Bronsted (1910) and Hacker (1912) . Most of these investigations concerned themselves with vapor pressure measurements on more concentrated solutions, from about 2 to 50 mol.kg-1 , over a temperature range of about 0-100°C. None of these results were iricluded in the present evaluation, due to the wide variation of results and a substantial lack of data at 25°C. Wilson (1921) calculated relative vapor pressures at 25°C from many of the above authors. The calculations produced widely. scattered results and are not of the highest order of accuracy. They were not included in the present evaluation. Daudt (1923) measured vapor pressures at very low temperatures for compositions of 20-60 mol·kg-I H 2 S0 4 ; these data were not considered further, because of the low temperatures. An enlightening discussion of the reliability of all previous data was presented by Greenewalt (1925) . He also reports an equation for log p as a function of temperature over the entire composition range of H 2 S0 4 , One of the first reliable vapor pressure measurements at 25°C appears· in GroHman and Frazer (1925) . Thirteen 'values of the osmotic coefficient, cp, have been calcuated from these data and are presented in table 1. The molalities range from 0.1 to 3 mol.kg-I . McHaffie (1927) determined vapor pressures forhigll mofitllties (above 20 mol.kg-I ) using a vapor condensation method. These data are represented in table 2. Hepburn's (1928) results, using a dew point method for 9 solutions from 7 to 12.5 mol.kg-I , are.shown as Table 3 . These appear to be in some agreement with Bronsted (1910) , Dieterici (1897) and Burt (1904) for the composition range of 4-15 mol.kg-I . Hepburn points out that good agreement between McHaffie (1927) , Daudt (1923) and Briggs (1903) exists at the higher compositions of 18-60 mol.kg-I.
Approximate vapor pressure measurements on 3 molalities by von Meyeren (1932) were not included in this evaluation due to the large uncertainty in the results.
Vapor pressures of 7 compositions of II 2 SO 4 from 4 to 18 mol.kg-1 were measured by Collins (1933) , between 24-125°C. The results were calculated from relative vapor pressures at 25° and appear in table 4.
Direct vapor pressure measurements were made by Shankman and Gordon (1939) for 20 compositions from 2-23 mol.kg-1 and these results appear in table 5. Abel (1946) presents vapor pressures of H 2 S0 4 from 2.5 to over 90 mol.kg-I • The data for these 11 points are shown in table 6.
An absorption mt:lhud was t::mpluyt:u by Jones (1951) to calculate the vapor pressure of H 2 S0 4 at rounded molalities from 0.5 to 55 mol.kg-I . His results are tabulated in table 7. Deno and Taft (1954) used the Hammett relation to calculate the activity of water in aqueous H 2 S0 4 , but the measurements have not been included in the present evaluation because all molalities exceeded 30 mol.kg-1 , Another set of direct vapor pressure measurements were performed by Hornung and Giauque (1955) on 3 solutions (14-28 mol.kg--I ) as a function of temperature. The resulting osmotic coefficients appear in table 8.
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Isopiestic Measurements
The values of m:motic coefficients at each experimental point were calculated by i f> = (vmtjl )r .
( 3) vm Scatchard, Hamer, and Wood (1938) determined the isopiestic ratios of H 2 S0 4 and both NaCl (32 points) and KCl (23 points), from 01. to 4.5 moI.kg-l . These results arc presented in tables 9 and 10, respectively. Sheffer, Janis, and Ferguson (1939) Table 15 contains the recalculated osmotic coefficients based on the Hamer-Wu (1972) evaluation of NaOH. A set of standard values for water activity in H 2 S0 4 was proposed by Stokes (1947) but these values were based on previous works and were not included in this present ev::\ 1 nation Rard and Spedding (1977) have carefully determined Miller (1977,1978) have made available unpublished isopiestic data using KCl as a reference.
Their results agree well with the values calculated by eq (11), see table 17, in the range 0.1 to 3 mol·kg-\ for the 17 points. Glueckauf and Kitt (1956) used a bithermal isopiestic method to determine osmotic coefficients between 20 and 65 mol.kg-I • These authors added a constant correction 0[0.08 in the values of (m2 -m I) to bring their results into agreement with others. The Clausius-Clapeyron relationship was used to construct a curve of osmotic coefficient values at 25°C. Because ofthe necessity of the inexplicable correction, the uncertainties in the thermal data, the quoted uncertainty of 1 percent in the activty data and the smoothing of the data reported, these results were not used.
Freezing Point and Other Measurements
The solvent activities of each of the six sets of freezing point data were calculated at the reference temperature 273.15 K and then corrected to 298.15 K by the method detailed in the previous publications, (Goldberg and Nuttall, 1978 and-Staples and Nuttall, 19'17) . The relative apparent molal enthalpy, ¢ L' was calculated from the heats of dilution tabulated in NBS Tech Note 270-3 (Wagman et aI., 1968) . These data can be described ~ver the range of 0.0002-2.8 mol.kg-I as a function of m 1/2 by the two equations 8 <PL = I Bim i/Z i= 1 Table 3 .
Vapor Pressure Measurements Hepburn (1928) The values of the parameters for eq (4) for CPL for in J·mol-l are': 
The relative apparent molal heat capacity, tPe, in J·K -'.rnol-', taken from Craig and Vinal (1940) and Giauque, Hornung, Kunzler, and Rubin (1960) over the range from about 0.03 to 2.5 mol.kg-, is described by the equation
Here, (]' = 1.9 J or about 1-2 percent.
The derivatives of eqs (4) and (5) 
which is derived on the assumption that II is constant over the temperature range of interest (Goldberg and Nuttall, 1978) .
The above authors emphasize that both accurately measured freezing point depressions and thermal data, (/> L and <Pc, are required to obtain accurate values of the osmotic coefficient at both 273.15 and 298.15 K. The error in the calculated values of the osmotic coefficients due to any error in the thermal data becomes larger as the concentrations of the solutions increases. has reponea ueezing point measurements for 16 molalities between 0.1 and 6.4 mo!.kg-1 • The results are presented in table 18 up to 3 mol· kg -I, as the thermal properties eqs (4, 5) are o:qly useful below this molality. Jones has reported similar results in 1902 for 9 concentrations (0.1 to 2.8 mol-kg-I ) and in 1893 for 11 more dilute s'olutions, 0.001 to 0.1 mol.kg-l , tables 19 to 20, respectively.
The freezing points of Barnes (1892) for 7 solutions (0.01-0.3 mol.kg-I ) were also quoted by Jones but these results are identical to those of Jones (1893) .
Five freezing points were reported by Loomis (1893) . These data are listed in table 21 for the molalities 0.01 to 0.2 mol.kg-1 • Loomis also reported identical data in articles appearing in 1894 (a and b ). , Roth and Knothe have determined freezing poil)t depressions at 3 molalities below 0.1 mol.kg-I , and table 22 shows the resulting osmotic coefficients from their unpublished data' quoted in Landolt-Bornstein Tabellen (1960) .
About 90 measurements of freezing points of H 2 S0 4 solutions ranging from 5 X 10-4 to 0.4 mol.kg-l were made by Pickering (1891 Pickering ( ,1892 . His results are summarized in tables 23 and 24. These measurements did not appear to be of the highest quality in that the temperatures Were reported to only 3 significant figures and a very large scatter was observed for the calculated osmotic coefficients. His third set of experimental data seemed to be best, in that this set agreed with the present evaluation more closely than the first two sets, but this was still of poor precision.
The freezing point method was used by Hausrath' (1902) , for 8 molalities in the dilute range from 1 X 10-4 to 0.02 mol·kg~ 1. These results are shown in table 25.
The five measurements of Bedford (1910) for the range 0.001 to 0.008 mol.kg-' appear in table 26 but were not included in the least squares fit, because of extreme deviations. Randall and Scott (1927) have determined freezing points of 33 solutions from 0.001 to 0.1 mol.kg-I . Their results are presented in table 27.
Freezing point depressions were measured by Kunzler' and Giauque (1952) , but all molalities were above 30 mol.kg-' and thus were omitted from this evaluatioJ;l. The emf of this cell is given by eq (8) also.
Electromotive Force Measurements
Electromotive force Measurements
Utilizing cell B, Randall and Cushman ('1918) measured BERT R. STAPLES the free energy of dilution for 7 mole fractions corresponding to 0.005 to 8.2 mol.kg-l . The results were given only to the nearest 0.1 m V but are in good agreement with all emf measurements. These data appear in table 28. The data of Lewis and Lacey (1914) , Bronsted (1910) and Edgar (1918) were quoted by Randall and Cushman but were n~t used in this evaluation because each represented 2 data points and in one case data was given only to the nearest m V. Harned and Sturgis (1925) report emfs for only 2 compositions as did Randall and Langford ( 1927) and both of these were also omitted from this evaluation. Vosburgh and Craig (1929) calculated and measured the potentials of cellD. The emfs of solutions from 0.05 to 3.5 mol.kg-l were measured and the resulting activity coef-: ficients are shown in table 29.
The emf of cell B was measured with varying additions ufacetic acid by MacDougall and Blumer (1933) . These authors also report measurements for 6 solutions where no acetic acid was. added. These molalities vary from 0.05 to 2.2 mol.kg-I and the data are presented in table 30:
Similarly, Trimble, and Ebert (1933) report measurements of cell B with ethylene glycol additions. Table 31 lists the data for 6 compositions from 0.005 to 1 mol.kg-I , for which there was no ethylene glycol added.
Activity coefficients of H 2 S0 4 have been determined as a function oftemperature for 5 dilute solutions (0.001 to 0.02 mol.kg-I ) by Shrawder and Cowperthwaite (1934) and these -results are tabulated in table 32. They employedcel(Ewith-a lead amalgam electrode.
In 1935, Hamer determined the emf of cell A for compositions of 0.005 to 7 mol·kg-I and in a companion publication, Harned and Hamer ( 1935) reported emfs of cell B over a concentration range of 0.05 to 17.5 mol.kg-I . These data are presented in tables 33 and 34, respectively. Both sets of measurements were carried out over a temperature range of 0-60°C.
About 25 years later, the behavior of both cell A and B over the temperature range 5-55°C was painstakingly reinvestigated by Beck, Singh, and Wynne-Jones (1959) (cell A), Deck, Dobson and Wynne-Jones (1960) (cell B) , and again in 1965 by Covington, Dobson, and Wynne-Jones (cells A, B, and C). The data for cell A (1959) is listed in table 35 for 12 molalit1e~ from 0_1 to fL1 mol.kg-I _ The emf", for two of these molalities were measured in an air thermostat, the remainder in a,water thermostat. Data for the nine molalities from 0.1 to 8 mol.kg-I for cell B (1960) are presented in table 36. Tables 37 and 38 reflect the dilute region data for the cells A and B, respectively. Covington et al. (1965) report data for the composition range of 0.007 to 0.1 mol.kg-I and 5 data sets for cell A (table 37), 13 data sets for cell B (table 38) and 7 data points for cell C, which are shown in table 39. Four of the points in table 38 were measured using a glass electrode in place of the H2 electrode in cell B. Good agreement between the hydrogen and glass electrodes was observed.
The remarkable consistency among nearly all of the emf measurements over a 50 year period as well as the interrelations of calorimetric data and derived thermochemical quantities from these data and the emf data will be discussed in the section 5. Ferguson and France (1921) determined transference numbers for only two H 2 S0 4 solutions and these data were not included in the present evaluation.
Other Activity Coefficient Calculations
Duisman and Giauque (1968) used a variety of data sources to derive thermodynamic quantities for the lead storage cell and a set of emf values from third law considerations. The third law method was also used by Gardner, Mitchell and Cobble (1969) to calculate a set Qf activity coefficients as a function of temperature.
---Wirth (1971) presents a summary of emf measurements of H 2 S0 4 solutions and uses the dissociation of the bisulfate ion to calculate activity coefficients.
Recently, Lilley and Briggs (1975) , employed earlier emf data (Shrawder and Cowperthwaite, 1934) to calculate activity coefficients in the dilute region of 0.001 to 0.02 mul.kg-' .
Pitzer (1976) and Pitzer, Roy and Silvester (1977) have taken into account the dissociation of the HS0 4 ion to describe some of the thermodynamic properties of sulfuric acid solutions. These treatments are, for the most part, consistent with the present results.
None of the results of these indirect methods were includedjn the present evaluation, but all pla),edarolejnthe critical evaluation process.
Correlation of Results
Equations selected for correlating the data should apply over the entire range of measurements. Not only should they reproduce the data well, but they should take into account the very dilute region because they are used to evaluate the integral resulting from the Gibbs-Duhem equation and the definitions of activity and the osmotic coefficient (Staples and Nuttall, 1977) . The Gibbs-Duhem equation provides a relationship between activity (.;ut:fik;it:ULS, which are a measure of solute activity, and osmotic coefficients, which are a measure of solvent activity.
When the nebye-Huckellimiting law was included as the initial term, a negative distance of closest approach, "a" (size parameter), was obtained and it was not possible to fit the sulfuric acid data to an equation of the form of either a Hamer-Wu or a Friedman type, discussed by Staples and Nuttall (1977) .
This does not indicate a failure of the Debye-Huckel model but rather that the lack of data in the extremely dilute region makes the fit by certain correlating equations mathematically impossible. Certain choices could have been made to fix the "a" value in the Debye expression. For example, the denominator in the limiting law could have been chosen as (1 + I 1/2) or (1 + 1.51/ 1/2), but it was felt that such a restriction would distort the curve slightly, so that the data that were available might not be fit well over the entire concentration range for which measurements were made. Attempts to fix the limiting slope did result in a larger standard deviation of the correlating equations.
ACTIVITY AND
Accordingly, only an equation describing if; or In r vs molality, terms of a polynomial expressed in powers in the square root of molality, is presented. The dependence of both 1 -if; and r on the half power of concentration is well.recognized (e.g., Pitzer and Brewer, 1961, p. 334 and others) . The empirical equation (10) has been chosen to correlate the experimental data. Reasons for the choice of an equation which does not include· the Debye-Huckellimiting law are discussed later.
The osmotic coefficient and excess Gibbs energy can be expressed in terms ofthe same parameters (Staples and Nut-tall~ 1977) by (11) and
Values for the parameters of these equations are determined by a least squares fit of experimental data using eq (10) for experiments such as galvanic cell measurements that measure solute activity and yield_values of y, ~deq( 11) for experiments such as vapor pressure measurements that measure solvent activity and yield values of if;. All the original data were used in a single fitting program to determine the best, values for the parameters.
The equations which accurately describe the data over the range of molalities from about 0.001 to 28 mol·kg~ I are eqs (10) and (11) and the parameters and their standard deviations for these equations are presented in table 40.
. A set of parameters for eqs (10) and (11) was calculated by a non-linear least-squares method minimizing ~WJfObs -i(calc) F where the function, fobs = lny, or fobS = cp, and !calc was obtained from eq (10) or (11), respectively. The weight assigned is Wi' The summation extends over all experimental points.
Initially, parameters were obtained from only osmotic coefficient data and then, eq (10) was used to calculate y r and, where necessary, a w ' reference values (eq [11]) to be used in the emf calculations. Then values of m, lny, from emf measurements, were combined with m, tP data obtained from vapor pressure, freezing point and isopiestic methods, and new parameters were determined. Using these parameters a new set of Yr' and a w were calculated and the fitting procedure repeated. The parameters remained essentially unchanged after two iterations. This procedure has been described (Staples and Nuttall, 1977) and all computer programs have been documented (Staples and Nuttall, 1976) .
Initially all the experimental data were weighted equally and included in the fitting procedure. The data were divided into sets according to source and the root-mean-square deviation of the points of each set from the curve obtained in the intial fit was taken as an estimate of the standard deviation of the set. Using weights inversely proportional to these estimates of standard deviations additional fits of the data were made. The results of these calculations together with a subjective evaluation of experimental procedures were used to arrive at final weights for the experimental points.
Data were weighted zero when deviations in r (if; or lny) were beyond a reasonable value, generally 0.015 (more than twice the standard deviation of the fit) or about 1 percent of the calculated value of if; of lny. Sometimes it was necessary to weight individual points zero and such points are indicatedby an asterisk in the data tables (1-39). Generally, individual points that were weighted zero occurred either at the most dilute or most concentrated end of the experimenter's range.
Many of the more dilute or more concentrated data in the emf measurements received zero weight due to electroqe solubility. This was done to avoid introducing errors while correcting for solubility, since these solutions more resemble mixed electrolyte systems when the electrode solubility affects the emf.
In all, about 645 individual data points were considered worth processing. Of these data, 515 were based on osmotic coefficients derived from activities of the solvent and 380 of these osmotic coefficients received non-zero weights. Of the remaining 130 activity coefficients, 9j received non-zero weights. Thus, a total of 510 data points comprised the final least-squares calculations. Table 41 lists the weighting factor used for each set of experimental data.
The vapor pressure results of Collins (1933) , GroHman and Frazer (1925) , Hornung and Giauque (1955) , and Shankman and Gordon (1939) were all weighted equally at the highest weight of one.
The data of Hepburn (1928) received a weight of 0.1 and Jones (1951) a weight of 0.2. The remaining vapor pressure measurements of Abel (1946) , McHaffie (1927) and von Meyeren (1932) were assigned zero weight due to the very large deviations from the majority of results and the extremely high concentrations encountered.
Many of the isopiestic measurements were weighted high. These include Robinson (1939) , Scheffer, Janis, and Ferguson (1939) , Stokes (1945a,b) , Robinson (1945) , Rard and Spedding (1977) , and Miller (1977, 1978) . Only the data of Scatchard, Hamer, and Wood (1938) Jones, et a1. (1907 Jones, et a1. ( , 1902 aValues of weights apply to all data of each set except for those data followed by an asterisk (*) in tables 1-39, which were assigned zero weight as discussed in section 5.
BERT
R. STAPLES
A number of the data taken at lower molalities around 0.1-0.2 mol.kg-' in the isopiestic measurements were given a zero or a low weight. The apparent imprecision of these data may be due to the short times allowed for equilibration. Rard, Habenschuss, and Spedding (1976) state that the time of 2 weeks was not sufficient for the lower concentrations (0.02-0.05 mol.kg-I ) of Sheffer, Janis, and Ferguson (1939) . If this is the case, then clearly the 3 days allowed by Scatchard, Hamer, and Wood (1938) were insufficient to insure that their . lower concentrations came to equilibrium. The large scatter in their replicate data at 0.1 mol.kg-I supports this as well as recent unpublished results of Rard and Miller (1978) (see table 17 ). Accordingly, the present author has weighted the 4 most dilute points zero, in each of these 3 experiments. Rard, Habenschuss, and Spedding (1976) , in their osmotic coefficient evaluation, weighted these data 0.75 at molalities as high as 2.8 mol.kg-I . As shown in figure 1 , the deviations of the osmotic coefficients of Scat chard et al. (1938) and others are quite linear and increase with dilution below about 0.4 mol.kg-l . This would indicate that either the fitting function has a strong systematic bias in this region or that there is a systematic 'error in the experimental determinations. Since there are only a few vapor pressure measurements and a large number of emf measurements in this region, with the vapor pressure confirming the emf results, it seems suspicious that the isopiestic results, which fonow the fitting equation in all other concentration ranges, would deviate only near 0.1 mol.kgi. This is the, region where the isopiestic method reaches its limit of experimental reliability. It is also interesting to note that the data of Scheffer et al. (1939) have a slightly lower .deviation than Scatchard et al. and that Scheffer allowed 2 weeks equilibration in this low concentration range and Rard and Miller (1978) allowing an 8 week equilibration, had slightly lower values. The freezing point data of Hausrath (1902) and of Ran-daB and Scott (1927), were weighted 1 for compositions be· low 0.05 mol.kg-1 • The data of Bedford (1910) and effectively, Roth and Knothe (quoted, 1960) received :lero weight:s. Pickering (1892) also was weighted zero and his other mea~ surements were low weight (1891), one set w 0.05 and the other set, W = 0.1. All other freezing point data, Loomis (1893, 1894 a,b), Jones et al. ( ,1902 Jones et al. ( , 1893 were weight~ ed 0.1 to b.s (see table 41 ).
The sharp upturn in the deviations of the osmotic coefficients calculated from freezing point measurements is ex~ J. Phys. Chem. Ref. Data, Vol. 10, No.3, 1981 pee ted because of the wide scatter and apparently Jow reliability of many of the freezing point measurements and the increasing uncertainty in the temperature correction (uncertainty iil thermal data between D-25°C) as the concentration increases from dilute solutions to less ideal solutions.
However, the most convincing evidence that the deviation!>: of the i~opiestic and freezing point osmotic coefficients are more likely to result from the experimental error of about 0.1 mol·kg-I is the consistency and reliability of the emf measurements. There are 12 sources of electrochemical cell measurements, made over about a 50 year period and aU are very consistent among themselves as well as being consistent with most of the osmotic coefficient data. This agrees with Pitzer's (1976) and Pitzer, Roy, and Silvester's (1977) confidence in such emf results. In addition, the third law calculations of Gardner, Mitchell, and Cobble (1969) , the discussion of Wirth (1971) and results of Pitzer (1976) and Pitzer, Roy, and Silvester (1977) are quite consistent with the emf measurements and hence with this evaluation. All emf measurements were assigned unit weight except those of cell C, which were weighted zero, due to the high solubility of Ag 2 S0 4 • The evaluation of the osmotic coefficients by Rard, Habenschuss, and Spedding (1976) which was independent of emf data resulted in y 0.247 at 0.1 mol.kg-1 compared to the present value of 0.251. This also agrees well with what may be considered highly accurate emf measurements, by Covington et ai, (1965) where rD. I = 0.245 and with the'cal- Some remarks are in order concerning the relationship of this correlation to those presented recently by and Pitzer et al. (1977) all of which include high quality data not available to the earlier reviewers (Robinson and Stokes, 1965; Harned and Owens, 1958) .
Any correlating equation (fit) which uses a limited data base may possibly produce an incomplete picture. It was observed that a correlation using only cP data (all emf and freezing point measurments excluded) resulted jn values nearly identical to those both Rard and Pitzer obtained at 0.1 mo}.kg-1 and higher. Agreement among' Rard and Pitzer (also Robinson and Stokes and Harned and Owen at concentrations above 0.1 m) is to be expected because of the nearly identical and limited data base that each used . 
ACTIVITY AND OSMOTIC
Even though there are more than 100 data points below 0.1 mol.kg-l , it was not possible to fit this dilute range with our correlating equation using the theoretical slope' because the available data simply do not conform to the theoretical slope. The procedure adopted was to describe the data in the dilute solutions with the limiting slope as an adjustable parameter. When this is done the data are consistent over the entire range of molalities from 0.001 to 28 mol,kg-l .
Recommended Values for the Mean
ActiYity and Osmotic Coefficients of H 2 S0 4 in Water at 298.15 K Table 42 presents recommended values for cp, r, L1 G ex, and a w at rounded molalities up to 3U mol·kgj. Parameters of the correlating eqs (10,11,12) from which table 42 was derived are given in table 40. Of AUUt.uu~ SULFURiC ACID The osmotic and mean activity coefficients as a function of molality, are illustrated in figures 4 and 7, respectively, and the excess Gibbs energy as a function of molality is shown in figure 8. Figure 9 shows the Debye-Huckellimiting law as a graph ofln r (activity coefficient) vs m 1/2.
The tabulated values of mean activity and osmotic coefficients as well as the activities of water and excess Gibbs energy given in table 42, together with the equations (10,11,12) from which they were calculated, are recommended for use as reference data from about 0.001 up to a molality of 22 mol.kg-1 and, with caution, up to near 28 mol.kg-1 • Additional points are for rough extrapolation only.
The resulting values for cpano r of the present evaluation generally agree well with those of Rard, Habenschuss, and Spedding (1976) and Pitzer, Roy; and Silvester (1977) but disagree to some extent, with previous tabulations (Robinson and Stokes,1965 and Owen, 1958) . It is generally accepted that previous tabulations which were based on Harned and Hamer's (1935) emf data, reflect errors in the emf measurernents.
The four reference systems noted in section 1, N aCl, . KCl, CaC1 2 and H 2 S0 4 , are entirely self-consistent and mutually con~i~tent with the uni-univalent charge-type electrolytes, Hamer and Wu (1972) . 
